UNIVERSITY  OF  ILLINOIS 
LIBRARY 


Class  Book  Volume 


^  M  rlO-20M 

4  'f       -r  -  .  #       f-  f 

■f  >        #        4        Tjh-        |fe  ^ 

lINlN^  '    ^        ^        ^*  4 

if  i  i  if 

i^M^'M^i^  H  II  I  li  H 

\ .  tNP*: ;  i:rHt  . ;  ^      *      41  W 


4s 


T 


»f         4         ^  -f  4. 

f     -4-     *     i     4     4  :  * 


■ 


1    4     %  1- 


3**:-  ->^> 


4-     +  * 
,,4  * 


A        4-  - 


4"        T  '*■ 


I.  ^ 

vmiM 


±        f        *        *         4-        4         -i  * 

4     ^     4*     -f  +  > 


*  4  -f- 

*      *      +      1  f  * 

4    #     *    .-j*     *  +     *     ^  £ 

jjR  ^^MKlF^-    f    ^     f-    +  f    v  * 

IT  :/^rV  :,HH':,*  ^      4      *      ^       4  -f-  «f      f       4-      4  4 

,,rSK|M|;;     ||       II       I       *       4  #       II      II       f  || 


■4 


-fr  4*  .-■  ,  «g* 


4- 


THE  CORROSION  OF  IRON  AND  ITS  ALLOYS 


BY 

RUSSELL  SAMUEL  HOWARD 


THESIS  FOR  THE  DEGREE  OF  BACHELOR  OF  SCIENCE 
IN  CHEMISTRY 

IN  THE 

COLLEGE  OF  SCIENCE 

OF  THE 

UNIVERSITY  OF  ILLINOIS 

Presented  June,  1910 


UNIVERSITY  OF  ILLINOIS 


June  1  1910 


THIS  IS  TO  CERTIFY  THAT  THE  THESIS  PREPARED  UNDER  MY  SUPERVISION  BY 
Russel Samuel  Howard  

ENTITLED  The  Corrosion  of  Iron  and  It s  Alloys  


IS  APPROVED  BY  ME  AS  FULFILLING  THIS  PART  OF  THE  REQUIREMENTS  FOR  THE 


DEGREE  OF  Bachelor  of  Science 


In  Chemistry 


Approved: 


Instructor  in  Charge 


HEAD  OF  DEPARTMENT  OF  


167529 


Digitized  by  the  Internet  Archive 

in  2013 


^ttp://archive.org/details/corrosionofironiOOhowa 


CORROSION  OF  IRON  AND  ITS  ALLOYS. 


In  nature  everything  is  subject  to  deterioration,  varying  from 
those  substances  decomposed  by  light  to  those  only  decomposed  by  the  strong- 
est agents.    The  deterioration  of  metals  as  effected  by  alloying  is  the  sub- 
ject of  this  paper  and  perhaps  .no  subject  is  of  more  vital  importance  to  the 
builder  and  interest  to  the  chemist  than  this  one  of  corrosion.    It  is  a  dif- 
ficult matter  to  make  a  study  of  this  kind  of  any  practical  value  because 
of  the  difference  in  condition  imposed  upon  the  sample  in  the  laboratory 
and  when  in  actual  use.    An  example  of  this  disagreement  between  laboratory 
results  and  practical  experience  is  very  well  demonstrated  in  the  report 
"The  Use  of  Concrete  in  Sea  tfater".  From  the  laboratory  experiment  it  was 
found  that  concrete  could  not  be  used  in  sea  water;  but  as  a  matter  of  fact 
it  is  used,  and  with  good  results. 

To  explain  this  phenomonen  different  theories  have  been  advanced.  It  is 
a  well  known  fact  that  under  certain  conditions  the  impurities  in  a  metal, 
causing  segregation,  are  a  cause  of  corrosion.    However,  favorable  conditions 
must  prevail  before  the  process  begins.    A  primary  prerequisite  to  corrosion 
is  moisture;  however,  it  is  unable  to  effect  the  change  alone.    It  must  be 
associated  with  other  substances  such  as  carbon  dioxide,  acids,  alkalies,  or 
perhaps  bacteria.    It  is  the  effect  of  a  combination  of  these  causes  that 
produces  the  harmful  results  observed  in  metals  used  for  various  purposes. 

ThB  simplest  method  of  effecting  corrosion  is  by  means  of  chemical  solu- 
tion, that  is  the  metal  merely  dissolves  in  the  corroding  liquid;  for  example, 


-2- 

the  solution  of  iron  in  hydrochloric  acid.  The  process  may  be  more  complicat- 
ed, as  when  it  is  due  to  the  combined  influences  of  different  elements,  When 
brass  is  exposed  alternately  to  sea  water  and  the      atmosphere,  the  corrosion 
is  due  to  the  solvent  action  of  the  water  and  the  subsequent  oxidation  of 
the  copper  to  the  Qxychloride.    Then  again  the  electrochemical  method  of 
corrosion    is  very  common  and  occurs  when  two  metals,  with  different  electro- 
chemical properties,  are  in  contact  under  a  conducting  liquid,    A  galvanic 
couple i 8  formed  and  the  solution  of  one  of  the  bodies  follows.    This  may 
take  place  between  different  metals  or  within  the  same  metal  or  alloy,  if 
the  structure  is  not  homogeneous.    Thus  it  is  that  alloys  formimg  solid  solu- 
tions are  more  resistant  to  corrosion  than  those  whose  parts  separate  out 
on  cooling.    The  presence  of  dross,  oxides  and  other  impurities  having  con- 
ductivity have  the  aarae  effect  of  acceleration. 

Corrosion  may  stop  automatically  by  the  formation  of  insolule  films 
upon  the  surface  as  is  the  case  with  lead.  The  use  of  lead    for  the  convey- 
ing of  water  would  not  be  possible  owing  to  the  amounts  of  the  metal  dissolved 
but  for  the  fact  that  a  coatirag  of  lead  sulphate  is  soon  formed  which  pre- 
vents any  further  action, (fe^jA  similar  phenomenon  is  observed  in  the  case  of 
any  alloy  of  50  o/o  gold  and  50  o/o  silver.    This  alloy  is  neither  soluble 
in  nitric  nor  hydrochloric  acid.    The  silver  chloride  formed  in  the  presence 
of  the  hydrochloric  acid  prevents  the  dissolving  of  the  silver  below  it  and 
the  gold  itself  ie  not  soluble,  and  again,  the  gold  remaining  after  the  sil- 
ver is  dissolved  away  by  the  nitric  acid  protects  the  remaining  gold  from 
the  acid.    Some  alloys  of  copper  behave  in  the  same  way. 

In  order  to  understand  the  present  status  of  the  question  of  the  causes 
and  prevention  of  corrosion  it  is  necessary  to  take  a  review  of  the  literature 
much  of  which  is  conflicting  ,  and  draw  our  conclusions  from  the  results  as 
found  by  many  investigators.    In  order  to  do  this  the  references  pertaining 
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to  the  different  metals  have  been  collected  and  arranged  under  their  respec- 
tive heads. 

IRON.    Owing  to  the  economic  importance  of  iron  it  is  not  surprising 
that  a  larger  amount  of  wor*  has  been  done  upon  it  than  upon  any  other  metal 
to  prevent  its  deterioration  and  to  lengthen  its  useful  life.    The  fact  that 
moisture  and  oxygen  are  necessary  to  its  rusting  has  been  agreed  upon  by  all 
investigators.    Just  how  this  change  is  effected  is  still,  however,  an  open 
question.    There  have  been  three  theories  advanced  to  explain  the  mechanism 
of  rusting,  the  carbonic  acid,  the    hydrogen  peroxide  and  the  electrolytic 
theories. 

THE  CARBONIC  ACID  THEORY. 
The  carbonic  acid  theory  «as  advanced  by  Grace  Calvert(67)and  has  been 
till  lately  the  one  most  generally  held  to  explain  the  phenomenon  of  rust- 
ing and  takes  for  its  basis  the  assumtpion  that  iron  to  rust  requires  the  pre- 
sence of  carbonic  acid  or  some  other  acid.    The  theory  asserts  that  the  pro- 
cess of  rusting  is  explained  by  the  following  equations: 

2Fe  -»-  2HaC03  =  2FeC03  +  2Ha 

2FeC03  +  5H20  =  2Fe(0H)3  +  2HaC03 
From  the  equations  it  is  seen  that  the  process  is  a  cyclical  one;  the  iron 
first  being  changed  to  ferrous  carbonate  by  the  carbonic  acid  and  the 
ferrous  carbonate  further  changed  to  ferric  hydroxide  by  the  action  of  oxygen 
and  water  and  the  liberation  of  carbonic  acid:    the  carbonic  acid  then  be- 
ing capable  of  repeating  the  process.    Moody  is  a  strong  supporter  of  this 
theory  and  insists  that  in  the  absence  of  carbonic  acid  iron  cannot  rust. 
He  has  been  able  to  place  iron  in  contact  with  oxygen  and  water  for  many 
weeks  without  the  slightest  trace  of  rust  appearing  upon  the  (20) 


surface.    His  method  of  prooeedure  was  to  immerse  the  iron  in  ohromium  tri- 
oxide,  in  a  bent  tube,  and  after  passing  air  through  for  three  weeks  distill- 
ed water  was  boiled  in  a  flask  oonneoted  with  the  tube  containing  the  iron 
and  the  iron  thus  washed  free  from  the  ohromium  tri-oxide  and  exposing  the 
sample  to  the  action  of  oxygen  and  moisture.    When  this  method  was  followed 
no  action  oooured.    56.2  L.  of  air  were  passed  over  the  iron  in  this  way  or 
thirty  times  enough  oxygen  to  completely  oxidize  the  sample.    When  carbon 
dioxide  was  passed  through  the  apparatus  rusting  began  in  a  short  time  and  in 
a  few  hours  the  surface  was  distinctly  tarnished.    From  this  experiment  Moody 
concluded  that  without  the  presence  of  carbon  dioxide  iron  is  unable  to  rust. 
The  amount  of  oxygen  absorbed  by  iron  is  greatly  influenced  by  carbon  dioxide. 
This  is  shown  in  the  following  table  prepared  by  Moody. 

Per  cent,  of  total  oxygen  absorbed  by 
10  gras.  of  iron  from  100  cc.  of  air. 

Ordinary  air  and        Air  and  water  almost 
distilled  water.  free  from  CO3. 

After  6  hrs.  exposure  -------  5.7---------  none 

■  24    »  »»   29.1   none 

■  72    "  ■   61.3   0.9 

M  168    ■  «   94.3   3.8 

It  has  been  found  that  iron  rust  varies  in  its  composition  and  that  when 
exposed  to  the  air  undergoes  a  change  from  the  ferrous  to  the  ferric  condition 
as  much  as  18  0/0  of  ferrous  oxide  being  changed  to  ferric  oxide  and  5  0/0 
from  ferrous  carbonate  to  ferric  carbonate.  Moody  speaks  of  the  constant 
liberation  of  hydrogen  from  the  surface  of  iron  and  thus  accounts  for  the 
persistence  of  iron  in  the  ferrous  condition  as  rust.    The  composition  of 
iron  is  altogether  out  of  harmony  with  the  hydrogen  peroxide  theory,  and  if 
hydrogen  peroxide  were  formed  in  the  ratio  as  stated  by  the  supporters  of 
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the  theory,  ferrous  oxide  and  ferrous  carbonate  could  not  be  formed  in  rust, 
for  both  these  subatances  are  oxidised  by  hydrogen  peroxide.    The  only  way  of 
accounting  for  the  presence  of  these  substances  in  rust  is  to  suppose  that 
they  are  formed  in  the  early  stages  of  atmospheric    corrosion  by  the  action 
of  carbon  dioxide,  the  metal  forming  the  ferrous  carbonate  and  the  subsequent 
loss  of  carbonic  acid. 

An  experiment  described  by  Moody  in  which  he  determined  the  infleunce  of 
carbonic  acid  in  dissolving  iron  is  in  direct  contradiction  to  the  results  of 
Dunstan  and  is  as  follows:    "Distilled  water  which,hasbeen  shaken  with  or  left 
in  contact  with  air  is  poured  on  a  perfectly  clean,  polished  surface  of  iron. 
At  the  end  of  40  sec.,  when  the  water  is  seen  to  be  clear  and  the  metal  per- 
fectly bright,  the  water  is  all  allowed  to  run  into  a  porcelain  basin  contain- 
ing a  drop  of  a  dilute  solution  of  potassium  ferrioyanide.    A  marked  blue  col- 
or results.    If  a  similar  experiment  be  made  with  rain  water  instead  of  dis- 
tilled water,  the  iron  is  found  to  be  even  more  readily  attacked,  ferrous  salt 
in  solution  being  detected  after  30  sec.  contact.    The  ferrous  iron  found  in 
solution  in  these  experiments  is  obviously  formed  by  the  interaction  of  a  very 
dilute  solution  of  carbonic  acid  and  iron,  for  recently  boiled  distilled  water 
does  not  dissolve  the  metal.    "Clear  borings  of  iron  were  kept  in  water  which 
was  kept  saturated  with  carbonic  acid  at  ordinary  temperature  and  pressure. 
Hydrogen  was  steadily  evolved  from  the  surface  and  provided  air  was  excluded 
the  solution  remained  dear". 

(&0)P72in 

(Table  showing  amount  of  iron  dissolved  by  COa  expressed  as  FeO  per  L. ) 

After  20  hrs.  contact   0.2546  gms.  of  FeO  per  L. 

"      30"  »   -  -  -  -  0.3771    "       »•    "      "  » 

M      56"  "  __________  0.5245    "        "    "      »  »» 

"      96"  "      ------------  0.8172    "        "    "      "  " 

"      26  days       "     2.1390    «       "    "      »  " 


-6- 

It  has  been  a  generally  accepted  belief  that  alkali  will  prevent  the 
rusting  of  iron  but  no  work  of  any  importance  was  Hone  upon  the  subject  until 
C.H.Cribb  took  up  the  invest igation,(3$Ie  used  varying  amounts  of  alkali,  dif- 
ferent alkalies  and  varying  temperatures.    His  results  seem  to  show  conclus  - 
ively  that  iron  does  rust  in  the  presence  of  alkaline  solutions  up  to  a  certain 
concentration.    Cribb  used  sodium  hydroxide,  calcium  hydroxide,  sodium  carbon- 
ate, barium  hydroxide  and  ammonium  hydroxide,  in  his  experiments  and  found 
that  the  action  is  at  first  general  with  weak  solutions  of  alkali  becoming 
more  and  more  localized  as  the  concentration  increases  and  the  action  sudden- 
ly ceasing  altogether.    He  has  given  no  satisfactory  explanation  of  this 
strange  phenomonen.    The  amount  of  iron  rusted  is  not  in  proportion  to  the 
area  attacked,  the  amounts  of  magnetic  oxide  being  practically  the  same  when 
the  action  was  localized. 

HYDRO SEN  PEROXIDE  THEORY. 
This  theory  advanced  by  Dunstan,  Jougtt  and  Goulding  is  that  iron  cannot 
rust  unless  hydrogen  peroxide  is  formed  in  the  process.  They  cite  the  fact 
that  iron  is  not  rusted  in  the  presence  of  alkaline  solutions  as  a  proof  of 
their  theory.    Hydrogen  peroxide  is  unstable  in  alkaline  solution  and  the 
iron  does  not  rust  because  of  the  absence  of  hydrogen  peroxide.    The  soluble 
salts  of  chromic  acid  and  the  acid  itself  inhibit  the  corrosion  of  iron  and 
also  destroy  hydrogen  peroxide.    This  fact  has  been  pointed  out  also  as  a 
strong  proof  in  favor  of  the  peroxide  theory.    The  equations  involved  should 
be  written: 

Fe  +  02  +  Ha0  =  FeO  +  HaOa 

2Fe0  +  Ha02  =  Fe20a(0H)2 
Tests  for  hydrogen  peroxide  have  been  obtained  during  the  slow  oxidation  of 
zinc  but  no  trace  has  been  found  during  the  rusting  of  iron.    Hoppe  Seyler 


has  explained  the  formation  of  hydrogen  peroxide  in  the  corrosion  of  metals 
as  an  oxidation  process,  the  substance  being  oxidized  by  one  atom  of  a  mole- 
cule of  oxygen,  the  other  atom  attaching  itself  to  a  molecule  of  water  forming 
hydrogen  peroxide. 

Fe  +  Oa  +  H20  =  FeO  +  HaOa 
Another  explanation  is  that  the  oxygen  is  not  taken  from  the  molecular  state 
but  is  taken  from  water:  the  hydrogen  then  uniting  with  one  molecule  of 
oxygen  to  form  hydrogen  peroxide. 

Fe  +  0H2  +  0a  =  FeO  +  H20a 
The  hydrogen  peroxide  in  this  case  would  not  be  oxidized  water  but  reduced 
oxygen. 

The  explanation  given  to  rusting  by  Dunstan,  Jouett  and  Goulding  is 
supported  by  experimental  evidence.    They  recognize  that  there  may  be  three 
factors  involved: (1}  the  direct  oxidation  process  which  depends  on  the  action 
of  iron  and  oxygen  together  with  liquid  water; (2)  the  action  of  atmospheric 
carbon  dioxide  and( 3)electrolytic  action  generated  by  impurity.    These  in- 
vestigators have  conducted  a  series  of  experiments  that  it  is  well  to  review. 
They  throw  considerable  light  on  this  much  discussed  question.    The  first 
experiment  was  to  determine  the  action  of  moist  and  dry  gases  upon  iron, 
Samples  of  very  pure  iron  (99.94  0/0)  were  placed  in  oxygen,    carbon  dioxide, 
a  mixture  of  carbon  dioxide  and  oxygen,  a  mixture  of  oxygen  and  ammonia. 
The  gases  in  on6  set  were  dried  and  in  the  other  were  saturated  with  water  va- 
por. The  iron  sample,  after  polishing,    was  placed  in  a  piece  of  hard  glass 
tubing  and  sealed  at  one  end;  the  tube  heated  to  redness  and  a  stream  of 
hydrogen  passed  over  it.    The  other  end  of  the  tube  was  then  sealed  and  the 
iron  allowed  to  cool  in  the  atmosphere  of  hydrogen.    The  results  of  these  ex>- 
periments  are  as  follows: 
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Constant  temp. 


Variable  temp. 


Dry  gases 


No  visible  action 


No  action 


Moist  oxygen  and  carbon  dioxide 


Moist  oxygen 


Large  amt.  of  rust 

formed. 
Copious  rusting 


Moist  oxygen  and  ammonia 


•i 


No  action 


Moist  carbon  dioxide 

The  investigators  considered  that  it  proved  that  rusting  does  not  occur  in 
the  presence  of  either  dry  or  moist  oxygen,  carbon  dioxide  or,  if  the  tempera- 
ture is  constant, in  a  mixture  of  these  gases.    C.  Calvert  found  that  carbon 


moisture  caused  rusting  rapidly  while  pure  oxygen  and  moisture  did  not  rust 
iron  at  all.    These  results  are  at  variance  with  the  results  above.    The  ex- 
periments of  Dunstan,  Jouett  and  Goulding  lead  to  the  following  conclusions: 
in  the  case  of  oxygen  and  carbon  dioxide  in  a  moist  condition,  no  rusting  oc- 
curs as  long  as  the  temperature  is  constant,  if  the  temperature  changes  water 
condenses  on  the  surface  and  rusting  occurs.    It  was  found  that  iron  when  left 
in  contact  with  water  saturated  with  hydrogen  and  in  a  hydrogen  atmosphere 
showed  no  visible  aotion,  when  oxygen  was  admitted,  however,  rusting  began  at 
once.  Nitrogen  was  substituted  for  hydrogen  with  the  same  results.    The  solu- 
bility of  iron  in  water  was  also  tried  with  the  result  that  no  trace  of  iron 
could  be  found,  even  with  the  most  refined  methods.    The  experiments  of  Whit- 
ney were  repeated  without  result.    By  the  method  of  the  experiment,  two  pieces 
of  iron  were  inclosed  in  a  glass  vessel  when  the  distilled  water  was  still 
boiling.    The  two  samples  were  of  purified  iron,  each  of  l-l/2  inch  square. 
The  stopper  carried  a  glass  tube     projecting  7  to  8  inches  and  ending  in  a 
capillary.    The  water  was  kept  hoiling  and  the  capillary  sealed  and  the  stop- 
per sealed  with  paraffin  wax.    The  flask  remained  closed  for  three  weeks  with- 


dioxide  and  moisture  formed  iron  carbonate,  pure  oxygen,  carbon  dioxide  and 


-9- 

out  visible  action.     It  was  then  opened  and  one  half  the  liquid  poured  out 
into  a  beaker.    The  liquid  in  the  beaker  showed  no  sign  of  rust  appearing 
on  open  exposure  to  the  air  while  the  water  containing  the  iron  rusted  in 
the  usual  manner  after  about  one  hour.    No  test  for  iron  could  be  obtained 
in  the  liquid  poured  off  from  the  iron.    It  is  assumed  then  that  it  is  proven 
that  iron  rusts  without  the  aid  of  carbon  dioxide  and  that  the  inhibitive 
action  of  alkalies  on  the  process  of  rusting  must  have  some  other  explanation 
than  that  the  alkali  removes  the  carbon  dioxide.    Sodium  carbonate,  potassium 
carbonate,  ammonium  carbonate,  ammonia,  calcium  hydroxide,  borax,  disodium, 
hydrogen  phosphate,  sodium  nitrite,  potassium  ferrocyanide,  chromic  acid, 
potassium  chromate  and  potassium  dichromate,  in  moderate  dilution,  prevent 
the  rusting  of  iron  even  after  years  of  exposure  to  the  solution. .  Iron 
covered  with  platinum  black,  manganese  dioxide,  lead  hydroxide  or  pure  animal 
charcoal  prevents  the  rusting  of  iron,  in  most  oases  and  always  slows  the 
reaction  down  greatly.    Calcium  carbonate,  however,  seems  to  have  no  effect 
upon  the  oxidation.    The  protective  action  of  insoluble  compounds  depends,  to 
a  great  extent,  upon  the  nature  of  the  precipitate,  its  composition, and  its 
method  of  precipitation.    The  supporters  of  this  theory  found  that  the  follow- 
ing salts  did  not  prevent  the  corrosion  of  ironj  sodium  chloride,  potassium 
chlorate,  ferrous  sulphate,  potassium  nitrate,  potassium  ferricyanide,  and 
sodium  sulphate.    The  assertion  is  made  that  these  substances  that  prevent 
the  corrosion  of  iron  are  also  antagonistic  to  the  formation  of  hydrogen 
peroxide.    Hydrogen  peroxide  has  been  found  where    certain  metals  are  oxidized 
by  the  action  of  air,  for  example,  zinc.    No  trace  of  it  have  been  found  in 
a  solution  in  which  iron  is  undergoing  oxidation,  however.  (A  very  significant 
fact,  it  seems.)    In  order  to  test  for  hydrogen  peroxide  the  investigators 
used  freshly  reduced  iron  and  the  sample  shaken  with  oxygen  and  water.  The 
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solution  on  examination  showed  no  traoe  of  hydrogen  peroxide  by  the  titanic 
acid  method.    On  treating  zinc  under  the  same  conditions  a  positive  test  for 
hydrogen  peroxide  can  he  obtained.    Iron  placed  in  a  soltuion  of  hyrdogen 
peroxide  rusts  at  once  and  since  zinc  attacks  it  so  vigorously  it  would  be  a 
difficult  matter  to  detect  hydrogen  peroxide  in  a  solution  containing  rusting 
iron.    Hydrogen  peroxide  was  added  to  a  solution  of  borax  and  lime,  respec- 
tively, in  which  was  placed  a  sample  of  iron.    The  iron  was  unattacked  but 
the  hydrogen  peroxide  was  decomposed  with  the  liberation  of  oxygen.    Iron  in 
a  strongly  alkaline  solution  of  hydrogen  peroxide  decomposes  the  peroxide 
rapidly  and  oxygen  bubbles  are  liberated  upon  the  surface  but  no  rusting 
occurs. 

It  has  been  found  that,  in  general,  those  metals  which  rust  in  air  are 
oxidized  by  hydrogen  peroxide  and  those  metals  which  are  not  oxidized  by  it 
are  not  rusted  in  the  air.    The  members  of  the  first  class  are:  Fe,  Zn,  Cd, 
Pb,  Al  and  Bij  second  class, Cu,  Ft,  Ag,  Au,  Wi  and  Sb.Iithout  exception  the 
metals  of  the  first  class  are  stopped  in  their  oxidation  by  those  substances 
which  decompose  hydrogen  peroxide.    Carbon  dioxide  plays  an  unimportant  part 
in  the  corrosion  of  iron  and  is  in  no  way  necessary  to  the  formation  of  rust. 
Further  experiments  were  carried  out  by  these  workers  to  determine  the  part 
played  exactly  by  carbon  dioxide,    A  saturated  solution  of  carbon  dioxide  was 
produced  by  passing  purified  gas  (HCL  -  CaC03 )  into  distilled  water,  freshly 
boiled.    Sodium  hydrogen  carbonate  was  used  to  purify  the  carbon  dioxide. 
Four  flasks  were  used,  A,  6,  C,  D. 

A.  100  cc.  carbon  dioxide  solution  -  carbon  dioxide  gas  -  pure  iron. 

B,  50  oc.  carbon  dioxide  solution  -  50  cc.  well  boiled  water  -  3  pieces 
of  iron.    Atmosphere  of  air  above  the  liquid. 

0.    10  cc.  carbon  dioxide  solution  -  90  cc.  air  free  distilled  water 


with  atmosphere  of  air. 

D.    100  oo.  air  free  water  -  three  pieces  of  iron,  atmosphere  of  air. 
After  ten  to  fifteen  minutes  the  surface  of  (A)  was  thiokly  ooated  with  hub- 
bies.   (B)  Surfaoe  oovered  with  bubbles  of  a  smaller  size.    (C)  Bubbles  very 
small.    (D)  No  bubbles  at  all.    After  19  hours  the  solution  in  (A)  was  clear 
and  oolorless,  the  surface  of  the  metal  still  remaining  coated  with  bubbles. 
(B)  The  solution  was  faintly  yellow  and  opalescent;  only  a  trace  of  iron  ap- 
pearing where  the  bubbles  were  present.    (C)  Liquid  pale  in  color,  a  small 
amount  of  reddish  brown  rust  throughout  the  solution,  more  rust  than  in  (B) 
was  observed.    (D)  Thiokly  coated  with  rust  in  the  usual  manner.    The  iron 
dissolved  was  determined  in  each  case. 

A.  B.  C.  D. 

0.005.  0.004  0.0022  0.0012. 

These  experoments  show  that  carbon  dioxide  and  water  are  capable  of  dissolv- 
ing iron,  even  in  the  absence  of  oxygen.    It  has  been  shown  that  iron  will 
rust  in  the  absence  of  carbon  dioxide,  hence  the  minute  quantity  of  carbon 
dioxide  in  the  air  is  a  small  factor  in  the  process  of  rusting.  Dunstan, 
Jouett,  and  Coulding  were  unable  to  obtain  hydrogen  from  rusting  iron  and 
hence  concluded  that  the  electrolysis  theory  could  not  be  held  for  the  ordi- 
nary corrosion  of  iron. 

ELECTROLYTIC  THEORY. 
In  order  to  explain  many  facts  in  chemistry  and  physics  the  theory  of 
electrolytic  dissociation  has  been  advanoed.    By  its  aid  we  are  able  to  ex- 
plain the  electrical  conductivity  of  salts  dissolved  in  water,  abnormal  os- 
motic pressure,  the  lowering  of  freezing  point, etc.    TThen  a  salt  dissolves  in 
water  a  certain  portion  of  it  is  dissociated  or  its  molecules  are  broken  up 

by  the  water  into  parts,  called  ions.    These  parts  of  molecules  may  be  made 
up  of  a  single  atom  or  groups  of  atoms  but  they  differ  from  real  atoms  in 
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th  at  they  carry  a  large  charge  of  electricity.    For  example:  when  salt  is  dis- 
solved in  water  the  salt  is  broken  up  into  two  parts,  the  positive  sodium  and 
the  negative  chlorine,  each  carrying  a  charge  of  positive  and  negative  elec- 
tricity respectively.    Water  is  to. some  extent  ionized.    This  is  an  important 
fact  in  the  theory  for  the  rusting  of  iron  electrolytioally. 

When  any  substance,  such  as  a  metal,  is  put  into  a  solution  there  is  a 
tendency  to  pass  into  solution.    This  tendency  varies  with  different  substanc- 
es the  pressure  of  iron  being  about  10,000  atmospheres.    This  tendency  to  pass 
into  solution  is  called  Msolution  pressure".    The  portion  of  the  metal  that 
passes  into  solution  becomes  positive  and  the  metal  from  which  it  is  dissolved 
becomes  negative.    This  dissolving  action  will  continue  just  so  long  as  the 
electrolytic  tension  is  not  larger  than  the  solution  pressure.    If  in  this 
solution  there  be  another  metallic  ion  with  a  less  solution  pressure  it  will 
tend  to  pass  back  to  the  metallic  state  plating  upon  the  first  metal.  The 
solution  around  the  first  metal  upon  which  the  plating  is  taking  place  will 
be  negative  and  the  metal  itself  positive.    The  result  is  that  when  the  sec- 
ond metal  passes  back  into  the  metallic  state,  and,  in  plating  out,  a  current 
of  electricity  will  pass  from  the  solution,  through  the  metal  across  to  the 
second  metal,  or  the  place  from  which  the  metallic  ions  are  being  discharged 
and  back  through  the  solution  to  the  starting  point.    This  is  illustrated  in 
the  ordinary  wet  cell,    A  metal  may  have  a  tendency  to  dissolve  yet  not  be 
oxidized  in  solution.    There  must  be  another  metal  in  electric  connection  to 
act  as  an  electrode  and  this  electrode  must  have  a  lower  solution  pressure 
than  the  iron.    Copper  will  cause  the  dissolving  because  its  electrolytic  sol- 
ution pressure  is  less  than  iron,  zinc  on  the  other  hand  will  prevent  the  so- 
lution of  iron.    Hydrogen  is  classed  electrochemically  with  copper  and  if  a 
cell  were  oonstrucred  with  hjidrogen  replacing  copper  and  iron  in  place  0f 
zinc  a  current  would  flow  and  hydrogen  be  deposited  on  the  iron,  the 
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iron  going  into  solution,  the  velocity  of  the  reaction  being  proportional  to 
the  external  resistance.    The  same  thing  happens  when  iron  dissolves  in  water. 
The  water  is  dissociated  into  hydrogen  and  hydroxal  ions.    Hydrogen  has  a 
less  solution  pressure  than  iron  and  hence  the  hydrogen  is  deposited  upon 
the  iron  and  the  hydroxal  ions  are  left  to  neutralize  the  positive  ion  of 
iron.    An  electric  current  flows  from  the  iron  by  means  of  the  metallic  ions 
in  solution  and  hack  by  means  of  the  hydrogen  ions.    The  hydrogen  deposited 
upon  the  iron    is  not  a  good  conductor  of  electricity  and  polarization  is 
quickly  effected  and  the  solution  of  the  iron  ceases.    In  order  that  the  ac- 
tion proceed  the  hydrogen  ions  must  be  removed  from  the  iron.    This  is  the 
function  of  the  oxygen  in  solution,  combining  with  the  hydrogen  forming  water, 
and  the  solvent  action  continues.    It  was  formerly  thought  that  the  function 
of  the  oxygen  was  to  oxidixe  the  iron  ions  in  solution  and  precipitate  rust; 
this  is  true,  but  it  is  only  a  secondary  function  of  the  oxygen.    The  speed  of 
the  reaction  is  directly  proportional  to  the  number  of  hydrogen  ions  present. 
If  an  acid  is  added;  for  example,  carbonic  acid,  the  solution  of  the  iron 
should  be  increased  and  this  is  just  what  happens.    When  a  great  enough  con- 
centration of  hydrogen  ions  is  reached,  as  when  a  strong  solution  of  a  miner- 
al acid  is  added;  the  hydrogen  is  given  off  in  greater  quanity,  and  as  gas, 
from  the  surface  of  the  iron. 

Dr.  Friend  (Carnegie  Kesearoh  Scholar)  has  conducted  experiments  from 
which  he  concludes  that  when  pure  iron  is  placed  in  pure  water,  free  from 
carbon  dioxide  and  oxygen,  no  iron  is  dissolved,  using  potassium  sulphocya- 
nate  as  a  test  for  iron  ions,  but  when  a  minute  quanity  of  carbonate  is  pre- 
sent -  that  adhering    to  the  sample  and  the  sides  of  the  vessel  -  iron  is  dis- 
solved and  a  percipitate  of  rust  formed.    He  concludes:  ttIe  thus  see  that  the 
electrolytic  theory  of  corrosion  is  untenable*. 
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Pure  water  is  dissociated  to  the  extent  of  1  gm.  of  H  inlO,000,000  L.  If 
iron  were  dependent  upon  the  hydrogen  ion  content  in  water  for  its  solution 
the  action  would  be  very  slow,    later  is  slightly  an  aoid  and  to  this  extent 
will  dissolve  a  metal.    If  hydrogen  ions  are  increased  in  any  way  the  action 
is  mush  more  rapid.    Just  how  far  the  action  will  go  is  dependent  upon  the 
compounds  formed  after  solution.    If  the  substances  formed  after  oxidation  are 
insoluble  and  are  not  removed  the  action  of  solution  is  slow  and  continues  on- 
ly with  great  difficulty  and  if  on  the  otherhand  the  products  are  removed  the 
action  of  solution  is  much  more  rapid  and  continues  with  a  bright  surface  ex- 
posed.   The  equation  that  probably  represents  the  action  of  water  upon  iron  is 
3Fe  -  4H20  =  Fe304  -  4H2 
Deville  found  8hat  the  lower  the  temperature  the  greater  was  the  tenden- 
cy for  iron  to  oxidize.    It  is  thus  easily  seen  that  at  ordinary  tenperatures 
iron  in  contact  with  water  will  generate  hydrogen.    Faraday  has  shown  that  e- 
lectrolysis  will  take  place  in  solutions  even  after  all  visible  action  has 
ceaaed.    Ke  attributes  this  feeble  current  to  the  metallic  conduction  of  the 
solution.    Hemlholtz  has  shown  that  the  electrolysis  is  due  to  the  solution 
of  the  substance  just  as  when  iron  dissolves  in  copper  sulphate.    If  it  is 
true  that  the  rate  of  solution  is  dependent  upon  the  concentration  of  the  hy- 
drogen ion  then  anything  which  reduces  the  concentration  will  retard  the 
so-lution.    The  product  of  the  concentration  of  the  hydrogen  and  the  hydroxal 

"7 

ions  is  a  constant.    For  water  this  constant  is  10    •    If  the  hydroxal  ions 
are  increased  the  hydrogen  ions  must  be  diminished  so  that  the  product  will 
remain  constant.    If  an  alkali  is  added  this  result  is  obtained  and  the  cor- 
rosion will  be  diminished.    This  is  really  the  case  and  many  practical  appli- 
cations are  made  of  it.    Steel  tools  and  iron  in  the  process  of  manufacture 
are  kept  in  a  solution  of  lime.    Lime  compounds  are  used  in  steam  boilers  to 
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diminish  the  corrosion  and  many  other  practical  applications.    It  is  a  fact 
that  the  neutral  salts  of  calcium  do  not  behave  in  the  same  way  and  hence  the 
phenomenon  can  be  attributed  to  the  hydroxal  ions  only.    Other  soluble  alkali- 
es act  equally  well.    Compounds  such  as  NH*CL  and  MgCla  increase  the  hydro- 
gen oontent  and  must  be  guarded  against  in  boiler  water  where  they  are  subject 
to  pressure.    Another  valuable  function  of  alkali  in  boiler  water  is  the  dis- 
solving of  the  COa  contained  in  the  feed  water.    The  tendency  of  the  CO3  is 
to  collect  in  the  cooler  parts  of  the  system  and  there  set  up  a  dissolving 
center  from  the  fact  of  the  increased  number  of  hydrogen  ions.  This  action 
is  found  in  return  pipes  in  heating  systems  and  it  is  in  these  pipes  that  the 
greatest  corrosion  occurs,        U.  R.  Thitney    gives  the  results  of  his  ex- 
periments on  this  point.    He  foumd  that  the  action  of  COg  was  cyclic,the  same 
acid  repeating  its  action  indefinitely,     (/9)  /° 4-00. . 

"Let  us  imagine  a  steam  heating  system  made  up  of  a  boiler  with  steam 
pipes  leading  to  various  stacks  and  radiators  from  which  return  pipes,  bring- 
ing the  condensed  steam  back  to  the  boiler,  enter  below  the  water  line.  For 
simplicity  we  assume  that  the  plant  is  run  without  the  addition  of  water  after 
the  boiler  has  been  originally  charged.    In  other  words  no  steam  is  blown  out 
into  the  air,  and  the  plant  is  not  used  as  some  are,  to  incidentally  supply 
hot  water  for  foreign  uses  which  thus  requires  a  continual  water  feed.  Our 
closed  system  usually  contains,  when    in  actual  running  condition  ,  a  number 
of  dead-ends  where  gases  have  accumulated  and  the  pipes  are  cold.    This  may 
be  observed  in  radiators  of  common  type.    Into  this  cooler  part  of  the  system 
such  gases  as,  oxygen,  nitrogen  axd  carbonic  acid,  which  were  originally  in 
the  feed  water,  will  collect.    Here  they  will  dissolve  in  the  condensed  water 
which  is  to  return  to  the  boiler,  the  COa  being  especially  soluble.    The  car- 
bonic acid  or  its  active  hydrogen  will  cause  the  solution  of  ion  from  the 
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return  pipes  and  this  iron  will  be  carried  back  towards  the  boiler  as  bicarbon- 
ate of  iron,  being  held  in  solution  just  as  is  calcium  carbonate  in  water  con- 
taining carbonic  acid.    This  may  be  represented  by  the  equation: 

Fe  +  2C0a  +  2Ha0  =  H3Fe( C03 )  +  Ha 
In  the'case  of  the  bicarbonate  of  calcium  solution  it  is  well  known  that  boil- 
ing it  decomposes  the  salt  and  liberates  half  the  carbonic  acid  leaving  a  pre- 
cipitate of  calcium  carbonate.    In  the  case  of  the  soluble  carbonate  of  iron, 
as  will  be  shown,  the  decomposition  of  the  compound  by  heat  liberates  all  the 
carbonic  acid  instead  of  half  of  it  and  produces  the  insoluble  oxide  or  hydrox- 
ide of  iron.    Whether  this  decomposition  of  the  soluble  iron  takes  place  in 
the  boiler  after  the  solution  has  returned  to  it,  or  in  the  return  pips  where 
the  promixity  to  the  boiler  produces  a  sufficiently  high  temperature  is  of  no 
immediate  importance.    In  either  case  the  carbonic  acid  is  all  set  free  and 
must  return  with  the  steam  to  the  cooler  parts  of  the  system;  there  again  it 
will  dissolve  in  the  condensate,  again  render  soluble  some  iron  and  carry  it 
toward  the  boiler  and  so  forth.    In  each  cycle  of  this  kind  hydrogen  will  be 
set  free  which  will  remain  in  the  cooler  parts  of  the  system,  as  it  is  but 
slightly  soluble  in  water.    It  seems  necessary,  therefore,  that  in  common 
practice  a  very  small  quanity  of  carbonic  acid  must  often  cause  an  unlimited 
amount  of  corrosion  without  in  any  way  loosing  its  power  to  continue  the  pro- 
cess.   The  process  of  the  corrosion  in  this  case  will  amount  in'totcPto  the  un- 
ion of  iron  with  oxygen  of  water  and  the  liberation  of  hydrogen, the  carbonic 
acid  acting  merely  as  a  catalyzer, where  the  mechanics  of  its  action  is  apparent. 
This  peculiar  condition  of  affairs  has  been  observed  by  us  in  certain  large 
heating  plants  where  we  have  found,  first  the  carbonic  acid  in  the  feed  water, 
secondly,  much  carbonic  acid  mixed  with  hydrogen,  nitrogen  and  oxygen  in  the 
dead-ends  or  cool  parts  of  the  system;  thirdly,  water  in  the  return  pipes  in 
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whioh  rapid  corrosion  of  the  pipeing  wae  taking  place,  in  which  nuch  dissolved 
bicarbonate  of  iron  was  found; and  finally  nuch  precipitated  oxide  of  iron  in 
the  boiler  and  hottest  part  of  the  return  pipes".    Laboratory  experiments  have 
also  been  conducted  which  show  the  same  results  as  those  described  by  I.  R. 
Thitney  above. 

A  reagent  has  been  devised    by  !7m.  H.  Walker  and  A.  S.  Cushman  temed 
"Ferroxyl"  which  shows  that  iron  is  dissolved  at  different  points  with  differ- 
ent velocities  and  with  the  formation  of  basic  and  acid  ions.    It  shows  this 
much,  at  least,  and  will  be  discussed  later.    Ferroxyl  is  a  dilute  solution  of 
phenolphthalein  and  potasiun  ferrioyanide  thickened  with  gelatine  to  prevent 
convection  currents.    There  is  formed  a  bright  blue  color  where  the  iron  is 
going  into  solution  and  a  bright  red  color  at  those  portions  where  the  hydro- 
gen is  being  deposited,  leaving  the  hydroxal  ions  behind.    This  color  picture 
is  easily  obtainable  with  an  ordinary  iron  nail,  being  sure  that  all  alkali 
is  renoved.    The  flow  of  the  current  as  indicated  is  from  the  ends  of  the  nail 
as  in  the  case  of  magnetic  lines  of  force.    In  order  to  show  that  the  princi- 
ple function  of  the  oxygen  is  to  depolarize  the  iron  experiments  are  given 
by  W.  A.  Talker  (69).  If  a  piece  of  iron  is  placed  in  ordinary  water  exposed 
to  the  air  it  will  rust.    If  a  piece  of  platinum  is  placed  in  the  water  no 
difference  is  observed.    The  oxygen  is  still  present  in  the  solution  as  it 
was  before  and  the  iron  is  being  oxidized  and  precipitated  as  it  dissolves. 
If  the  platinum  and  iron  are  connected  electrically  an  increase  in  the  corro- 
sion of  the  iron  is  observed.    There  has  been  no  change  in  the  solution  chem- 
ically but  the  change  lies  in  the  fact  that  when  the  platinum  and  the  iron  are 
connected  the  platinum  furnishes  a  surface  upon  which  the  hydrogen  can  deposit 
and  acts  as  a  catalyser,  causing  the  hydrogen  to  be  taken  from  the  solution  by 
the  oxygen.    If  into  a  U  tube  containing  a  weak  electrolyte  two  pieces  of  e- 
lectrically  connected  iron  are  put,  one  in  each  arm,  and  the  bottom  of  the  U 
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between  them  plugged  with  jelly  and  the  solution,  protected  from  the  air,  no 
action  will  be  observed  .    The  iron  will  tend  to  go  into  solution  in  this 
system  but  will  be  prevented  from  doing  so  by  the  film  of  hydrogen  that  will 
attach  itself  to  the  surface  of  the  iron  and  owing  to  the  high  resistance  no 
current  will  pass  through  the  system.    If  in  one  of  the  limbs  there  be  placed 
a  substance  that  will  unite  with  hydrogen,  such  as  hydroxylamine,  no  action 
will  be  observed  in  that  side  but  the  iron  in  the  other  limb  will  dissolve 
and  at  the  same  time  current  will  flow  through  the  whole  system. 

An  other  example  is  the  action  of  an  electrolyte  upon  zinc.    In  a  weak 
salt  solution  containing  a  rod  of  zinc  and  one  of  iron,  the  iron  will  pass  into 
solution  and  the  zinc  will  hardly  be  attacked.    If  the  metals  instead    of  being 
seperated  are  connected  the  iron  is  arrested  in  its  corrosion  and  the  zinc 
passes  into  solution.    The  explanation  for  this  ha3  been  that  the  zinc  formed 
a  film  upon  itself  of  oxide  or  hydroxide  that  protected  it  from  solution. 
This  explanation  in  not  tenable  since  the  contact  of  the  two  metals 
cannot  effect  this  coating.    The  solution  of  the  question  from  the  electrolytic 
theory  is  that  in  the  first  case  there  is  no  action  because    the  zinc  surface 
does  not  catalyse  the  reaction:    H2  -  0  =  HgO    rapidly  enough  to  remove  the 
hydrogen  from  the  surface.    The  hydrogen  there  protects  the  zinc  from  solution. 
The  catalysing  action  of  the  iron  is  strong  enough  to  cause  the  formation  of 
water  upon  the  surface  and  hence  its  solution.    The  solution  pressure  of  zinc 
is  stronger  than  that  of  iron,  the  zinc  should  therefore  pass  into  solution 
but  it  does  not.    The  reason  for  this  is  that  the  electrolytic  double  layer 
set  up  on  the  surface  is  not  so  easily  destroyed  by  a  flow  of  an  electric 
current.    If  the  two  metals  are  connected  the  high  solution  pressure  of  the 
zinc  forces  the  zinc  ions  into  solution  and  the  metal  itself  becomes  an  anode, 
the  iron  cathode,  and  no  more  iron  is  dissolved:    the  oathode  forming  a  surface 
upon  which  hydrogen  may  be  deposited  that  has  been  set  free  by  the  solution. 
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EXPERI MENTAL. 


It  is  evident  from  the  previous  discussion  that  the  experimental 


data  vary  greatly  upon  important  points  in  regard  to  determining  the  manner  in 
which  iron  rusts.    Some  of  the  work  of  different  investigators  has  been  repeat 
ed  by  the  author  in  order  to  decide  upon  the  truth  of  the  various  results  as 
reported.    The  questions  at  issue  are:  (1)  is  iron  soluble  in  pure  water  away 
from  the  influence  of  carbon  dioxide  and  oxygen,  (2)  the  power  of  alkaline 
solutions  to  inhibit  corrosion,  (3)  the  effect  of  carbon  dioxide  and  oxygen 
upon  the  corrosion  of  iron, (4)  th6  relative  rate  of  corrosion  of  different 
kinds  of  iron. 

A  sample  of  pure  iron  was  used  in  determining  the  action  of  pure  water 
upon  its  solubility  (99.0  o/o).    The  surafoe  of  the  sample  was  carefully  pol- 
ished, first  on  an  emery  wheel,  then  on  an  oil  stone  and  lastly  with  00  emery 
paper.    (All  samples  were  given  the  same  treatment.)    At  no  time  after  polish- 
ing was  the  iron  touched  with  the  fingers.    The  sample  was  placed  in  100  cc. 
of  boiling  distilled  water  free  from  carbon  dioxide  into  which  a  stream  of 
hydrogen  was  being  passed.    This  operation  was  continued  for  1  hour,  at  the 
end  of  which  time  the  flask  was  sealed  at  (A)  and  (B)  Fig.  1  and  further  seal- 
ed at  the  stopper  with  paraffin  to  prevent  leakage  of  air. 


The  flask  was  thus  left  sealed  for  four  days  in  water  free  from  carbon  dioxide 
and  oxygen  and  in  an  atmosphere  of  hydrogen.    At  the  end  of  the  four  days  the 
100  cc.  of  water  was  evaporated  to  10  cc.  in  a  platinum  dish  and  tested  for 
iron  with  potassium  sulphocyanate.    A  marked  test  for  iron  was  obtained  show- 
ing that  iron  is  dissolved  in  pure  water  without  the  action  of  carbon  dioxide 


and  oxygen. 

Into  five  Erlenmeyer  flasks,  200  oo.  capacity,  A,  B,  C,  D,  E  were  put  the 
following: 

(A)  10C  cc.  boiled  distilled  water,  0.25  oc.  N/lO  KOH,nhenolphthalein  and 
one  sample  of  iron  (2x1  x  l/8). 

(B)  100  co.  boiled  distilled  water,  0.5  cc.  W/lO  K0H,  phenolphthalein,  and 
sample  of  iron.    (All  samples  were  of  the  same  size  as  above). 

(C)  100  cc.  boiled  distilled  water,  1  cc.  N/l0  K0H,  phenolphthalein,  and 
sample  of  iron, 

(D)  100  oc.  boiled  distilled  water,  2.5  cc.  N/l0  K0H,  phenolphthalein, and 
sample  of  iron. 

(E)  100  oo.  boiled  distilled  water,  5  oc.  W/lO  KOH,  phenolphthalein,  and 
sample  of  iron. 

The  iron  used  in  all  of  the  flasks  was  of  the  same  kind  with  a  purity  of 
99.8  o/o  iron.    Rusting  began  after  3  hours  in  (A)  and  (B);  5  hours  in  ( C )  and 
8  hours  in  (D).    There  was  a  gradual  graduation  of  corrosion  from  (A)  to  (D) 
being  greatest  in  (A).    The  color    of  the  indicator  was  different  in  all  of 
the  solutions  being  a  light  baown  in  (A),  light  pink  in  (B)  and  shading  to  dark 
lavender  in  (E).    The  results  are  shown  in  the  following  table.    (Table  I). 
An  experiment  was  carried  out  to  determine  the  effect  of  carbon  dioxide  upon 
the  corrosion  of  iron.    Four  samples  were  used  in  this  experiment,  "rtuntal 
metal",  "woods  metal",  charcoal  iron  and  pure  iron. 

In  the  first  test  the  four  samples  were  immersed  in  distilled  water  and 
a  current  of  air  passed  through  for  fourteen  days;  the  loss  in  weight  being 
determined  at  the  end  of  that  time.    In  the  second  test  the  samples  were  im- 
mersed as  before  but  carbon  dioxide  was  substituted  for  air.    In  both  experi- 
ments the  water  was  open  to  the  air.    The  results  are  shown  in  tables  2  and  3. 
The  relative  rates  of  corrosion  of  the  four  different  kinds  of  iron  is  also 
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ehown  in  tables  2  and  3. 

It  has  been  shown  that  iron  can  rust  without  the  presence  of  carbon 
dioxide  and  that  iron  does  not  rust  in  the  presence  of  some  substances  which 
do  not  decompose  hydrogen  peroxide.    The  carbonic  acid  theory  and  the  hydrogen 
peroxide  theory  do  not,  therefore,  seem  to  be  tenable  as  an  explanation  for 
the  corrosion. 

Let  us  turn  our  attention  to  the  electrolytic  theory  of  corrosion.  In 
order  to  explain  the  phenonoraen  in  this  way  hydrogen  ions  must  be  in  solution. 
If  it  is  necessary  that  hydrogen  ions  be  in  solution  when  iron  under  goes 
corrosion  we  would  expect  iron  to  remain  bright  in  an  alkaline  solution.  It 
has  been  shown  that  there  is  a  concentration  of  alkali  below  which  iron  will 
corrode.    This  fact  seems  to  be  in  direct  contradiction  to  the  electrolytic 
theory  as  explained  by  Cushman.    (2 4-)  P  3*?. 

"Reduoed  to  its  simplest  terms,  the  following  explanation  of  the  rusting 
and  corrosion  of  iron  seems  to  the  writer  the  only  one  that  is  tenable.  In 
order  that  rust  should  be  formed  iron  must  go  into  solution  and  hydrogen  must 
be  given  off  in  the  presence  of  oxygen  or  certain  oxidizing  agents.    This  pre- 
sumes electrolytic  action,  as  every  ion  that  appears  at  a  certain  spot  demands 
the  disappearance  of  a  hydrogen  at  another,  with  a  subsequent  formation  of 
gaseous  hydrogen.    The  gaseous  hydrogen  is  rarely  visible  in  the  process  of 
rusting  owing  to  the- rather  high  solubility  and  great  diffusive  power  of  this 
element.    Substances  which  increase  the  concentration  of  the  hydrogen  ion, 
such  as  acids  and  acid  salts,  stimulate  corrosion,  while  substances  which  in- 
crease the  concentration  of  the  hydroxal  ion  inhibit  it.     Chromic  acid  and  its 
salts  inhibit  corrosion  by  producing  a  polarizing  or  dampening  effect  which 
prevents  the  solution  of  iron  and  the  separation  of  hydrogen. w 

While  it  is  true  that  iron  does  go  into  solution  in  pure  water  and  that 
positive  and  negative  points  are  developed  on  the  surface  of  iron,  as  is  shown 
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the  "ferroxyl"  reagent,  the  faot  that  iron  does  rust  in  alkaline  solution 
not  explained  by  this  theory..      f )  P  2 

CONCLUSIONS. 

la    Iron  can  rust  without  the  presence  of  carbonic  acid. 

2.  Iron  is  soluble  in  pure  water  away  from  the  presence  of  carbonic  acid 
and  oxygen. 

3.  Iron  will  rust  in  alkaline  solution  up  to  a  certain  concentration  of 
the  alkali. 

4.  Pure  iron  is  more  resistant  to  corrosion  than  impure  iron. 

5.  The  addition  of  silicon  to  aluminum  increases  its  solubility  in  acids. 

6.  The  rate  of  solution  of  pure  iron  increases  as  the  time  of  solution. 

7.  The  testing  of  the  relative  rate  of  corrosion  of  alloys  by  means  of 
their  solubility  in  acids  is  unreliable. 

8.  That  carbon  dioxide  may  take  part  in  the  corrosion  of  iron  is  not 
questioned  but  it  is  not  essential  to  the  formation  of  rust.  That 
electrolysis  is  often  the  cause  of  corrosion  is  evident  from  experi- 
ment but  it  seems  that  some  other  factor,  not  as  yet  known,  is  respon- 
sible for  some  forms  of  corrosion  that  cannot  be  explained  by  any 
theory  existing  at  present. 
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The  acids  used  in  all  experiments  were  composed  of  1  part  concentrated 
acid  and  three  parts  water. 

The  purity  of  iron  in  all  oases  in  which  "pure  iron"  was  used  was  99.80 
o/o.  Manufactured  by  American  Rolling  Mill  Company,  Middletown,  Ohio,  Trade 
name  "American  Ingot  iron". 

"Woods  Metal"  is  the  ordinary  sheet  iron  used. 

"Muntal  Metal"  is  a  pure  grade  of  iron  used  for  eaves  and  gutters  on 
houses. 
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